Accelerated bleaching, photobleaching and mineralization of the non-biodegradable azo-dye, Orange II, was observed with oxone in solutions with Co 2+ -ions. The bleaching rate of Orange II in the dark was found to follow a first-order kinetics with respect to [Co 2+ ] with a rate constant of 20 M −1 s −1 . Fitting of the Orange II photobleaching experimental points in the presence of the Co 2+ /oxone reagent was carried out and followed the trend known for reactions presenting a chain radical branched mechanism. The photobleaching trace could be fitted by a single mathematical expression with an error <5% with respect to the experimental data. The bleaching trace observed for the Orange II solution in the dark followed zero-order decay kinetics. In a typical run, Orange II (0.20 mM or TOC 30 mg C/l) in the presence of oxone and Co 2+ was bleached under visible light within ∼15 s. The Co 2+ -ion concentrations necessary to catalyze the Orange II mineralization by oxone was observed to be ∼100 times lower than the oxone concentration. A 100% TOC decrease, under visible light irradiation, was attained for an Orange II (0.2 mM) solution in the presence of Co 2+ -ions (0.06 mM) and oxone (20 mM) within times ∼70 min for solutions purged with oxygen. Under visible light irradiation, Orange II mineralization in the presence of O 2 involves the photo-dissociation of reaction intermediates leading to organic peroxides in the second step of the mineralization process.
Introduction
The degradation of dyes has become increasingly important during the last decade in the field of Advanced Oxidation Technologies (AOT's) [1] [2] [3] [4] [5] . Azo-dyes like Orange II represent more than 15% of the world production of dyes used in the textile manufacturing industry. These dyes are for the most part non-biodegradable and toxic and at present are abated by some common non-destructive processes [1, 2] . The bleaching and mineralization of dyes in short treatment times have not been achieved for most of them investigated so far, posing a serious drawback from the economic point of view with regard to the practical application of AOT's. Only short treatment times when using expensive photons and oxidant(s) in a suitable reactor will allow AOT's treatments to compete with the more traditional non-destructive technology. Several techniques such as Fenton [6] , photo-Fenton [7] and TiO 2 photocatalysis [8] have been used to abate the model azo-dye, Orange II.
The mineralization of pollutants has been carried out in recent years using peroxodisulfates as oxidants in the presence of TiO 2 in the AOT's field [6, [8] [9] [10] . Malato et al. [11] have successfully tested peroxodisulfate (S 2 O 8 2− ) and oxone (2KHSO 5 ·KHSO 4 ·K 2 SO 4 ) which is essentially HSO 5 − and also known as peroxomonosulfate (PMS). This oxidant has been used in the degradation of pentachlorophenol under visible light irradiation in conjunction with a TiO 2 oxidant as an alternative to H 2 O 2 which is widely used for this purpose. Oxone has been successfully used in dark and photochemical reactions [12] like: olefin epoxydations [13, 14] , chemiluminescence detection of oxidative processes [15] and diverse sulfate oxidation reactions [16] . Catalytic decomposition of oxone (PMS) in the presence of some semiconductors WO 3 , Bi 2 O 3 and Fe 2 O 3 [17, 18] and metallic-ions like Mn 2+ [19] , Cu 2+ [20] and Co 2+ [21, 22] has also been recently reported.
The Fenton reagent is used as a common source of HO • and HO 2 • radicals besides other oxidative intermediates in aqueous solutions. AOT's [10] [11] [12] uses UV-Vis light to activate the degradation of many organic compounds through the formation of metallo-complexes like: ligand to metal (LMCT), metal to ligand or ligand to ligand (LLCT) charge transfer photo-dissociation states leading to a variety of radicals under light irradiation [6] [7] [8] [9] [10] 21, 23, 24] . Ozone has also been used as a source of oxidative radicals in waste water treatment [2] . Oxone (HSO 5 − ) which is a mono-SO 3 − substituted HOOH, has not been widely used as an oxidant during the abatement of pollutants. Reaction (2) proceeds at a very high potential, but the reaction is very slow. No direct measure for the oxidation potential is known for reaction (4) . The values given below for reaction (4) are calculated potentials from equilibria considerations. Details of reactions ( (2)- (4)) have been reported [11, 17, 21] :
The present investigation addresses the bleaching and mineralization of Orange II in the presence of a Co 2+ /oxone reagent. Oxone should be a suitable oxidant because it has a higher potential than H 2 O 2 (E 0 = 1.82 V versus E 0 = 1.76 V) [12] [13] [14] . In the presence of metal-ions, oxone is known to generate SO 5 •− and SO 4 •− in aqueous solution in addition to HO • radicals through radical chain reactions [17, 21] . The oxidation potential 1.82 eV of oxone is slightly higher than the oxidation potential of 1.80 eV of the couple Co 3+ /Co 2+ suggesting that a low overpotential is able to drive the reaction to Co 3+ from the initial Co 2+ -ion upon oxone addition in solution. The oxidation of Co 2+ by oxone to the unstable Co 3+ due to its high reactivity in an aqueous solution has been reported [18, 19, 25, 26] . Solutions of Co 3+ -ions have also been prepared by electrochemical oxidation of Co 2+ [19, 20] .
Experimental section

Materials
Orange II solutions were prepared by dissolving the sodium salt of this dye (Fluka) 
Irradiation reactor and procedures
Solar simulated light was applied on cylindrical Pyrex reactor vessels (60 ml), each time using appropriate solutions of the dye, metal-ion and oxone. Light irradiation was carried out by means of a Hanau Suntest lamp (AM1, tunable in light intensity) equipped with an IR filter to remove the infrared radiation. The radiant flux of the Suntest solar simulator was measured with a power-meter from the YSI Corp., Colorado, USA. The short wavelength radiation (λ < 310 nm) was removed by the Pyrex wall of the reaction vessels. The Orange II discoloration reactions were followed by measuring the optical density (OD) at the maximum of Orange II absorption (λ = 486 nm) in a Hewlett-Packard 38620 N diode array spectrophotometer. The total organic carbon (TOC) of the solutions was measured by a Shimadzu 500 TOC analyzer. The sulfate concentration was followed using a Dionex DX-100 Ion Chromatograph, provided with an IonPac AS14 column. The eluent consisted of a solution containing sodium carbonate (3.5 mM) and Na-bicarbonate (1 mM). In the stopped-flow instrument from Applied Photophysics (Model No. SFA-11), the sample was injected into a 2 mm sample cell. In this way, it was possible to trigger the oscilloscope at the same time as the mixing of the Orange II solution with the oxone (since they do not react in the second time scale) and monitor the reaction from time zero when the Co 2+ -ion solution is added to the mixture. The band-pass filter (1) and interference filter were selected to isolate the band(s) of interest in the spectral region that allows the quantification of the difference between the excitation and the detection beam. If a narrow band-pass filter was used practically no light entered the system. If a wide band-pass filter was used the IR and the UV-c and UV-b regions were blocked, but variations of the light level at λ = 486 nm could be detected. The detection wavelength at λ = 486 nm was chosen for analysis and kept constant when following the photobleaching. The lens was used to focus (1) the light from the 450 W Osram Xe-lamp onto the sample and (2) the light on the entrance slit of the monochromator. Filter (2) was the second band-pass filter to isolate the appropriate spectral regions reaching the Baush and Lomb monochromator UV-blazed at 350 nm. The monochromator light was measured by a silicon photodiode (Oriel 71883, 100 kHz, DC 9). Finally, a Tektronix TDS 640 double beam oscilloscope was used for data recording and storage. The first channel was used to detect the signals that were converted in a second step as variations in optical densities. The second channel was used to trigger the system. The absorption changes (A) registered in the oscilloscope were fed into a power Macintosh.
Stopped-flow experiments
Results and discussion
Orange II bleaching monitored by stopped-flow effect of cobalt and Orange II concentrations
Accelerated bleaching was observed for Orange II (noted as R-H in the scheme below) when the concentration of Co 2+ was increased from 0.03 to 1.54 mM in the presence of oxone (20 mM). Considering the main reactions involving the sulfate radicals from the peroxone in solution [21] :
From (5) it is possible to state that
and from Eq. (9) it follows:
and in the steady state [SO 4
) and inserting this expression in (11) : (5)- (9) is the production of sulfate radicals in reaction (6) . Since reaction (9) is kinetically faster than reaction (8) , the bleaching of Orange II (Fig. 2) follows:
where
. The numerical value for k Co in Eq. (13) is 2.8 × 10 −3 molecules Orange II/(atom Co 2+ s). At a defined Co 2+ concentration, the zero-order bleaching reaction in Fig. 2 can be written as
Considering the [Co 2+ ] constant in Eq. (12) when the concentration of Orange II is increased, the numerator in this equation increases more than the denominator. Therefore, k 0 will slightly increase with a higher Orange II concentration, this is shown in Fig. 3 . Figs. 2 and 3 show that bleaching in the dark involves the coupling of oxone and Co 2+ . The cobalt-ions in solution catalyze the decomposition of oxone (reaction (6)) and the limiting step is not the reaction of Orange II with the radicals in solution, but is set by the generation of the radicals themselves in the solution.
The radical-radical termination reactions and the role of -SO 5 − have not been included in Eqs. (5)- (14) since we wanted to arrive at a simplified scheme that could be related to the experimental results presented in this study.
Effect of the cobalt and oxone concentrations on the photobleaching of Orange II monitored by stopped-flow
Photobleaching of Orange II were investigated in the set-up shown in Fig. 1 by the disappearance of Orange II following the peak absorption at λ = 486 nm. Control experiments show that no bleaching, photobleaching or mineralization of Orange II in the presence of Co 2+ or oxone occurs when both reagents were added separately to an Orange II solution in the stopped-flow set-up. Also, the photolysis of Orange II in the presence of Co 2+ or oxone alone, did not lead to Orange II photobleaching. No change in the spectrum of Orange II was observed upon addition of Co 2+ , ruling out the possibility of any complex formation between Co 2+ and Orange II the absence of oxone. Fig. 4a shows the photobleaching of Orange II under Xe-light monitored in the set-up (Fig. 1) by adding different concentrations of Co 2+ -ions. The Orange II photobleaching traces present a trend similar to the trend observed in processes involving a radical chain branching mechanism [22, 23] . Fig. 4a shows that no photobleaching takes place when Co 2+ -ions are absent suggesting that the chain radical branched reaction only occurs when the oxone decomposition is mediated by Co 2+ -ions. When the oxone and Co 2+ are added in solutions containing organic compound(s), the formation of peroxides (ROOH) in radical chain processes have been reported [6, 8, 9] :
and the peroxide of reaction (16) decomposes under light, generating in each case two radicals able to start a new radical chain:
If RO 2 • is noted by p, the radical chain reaction follows the kinetics [27] :
where ϕ is the branching rate-termination; ν the radical chain length and v n the chain radical formation rate. From Eq. (20): dp dt = νv n e ϕt (21) and substituting in (16):
and integrating (23):
Substituting the experimental parameter A = εb[R-H] into Eq. (24) where k includes the terms for the molar absorption coefficient (ε) of Orange II and cell pathlength (b) then
Eq. (26) can be written down considering the term k as k/A 0 :
which is similar to the equation describing the radical chain reaction kinetics (Eq. (20)). Furthermore Fig. 4b shows that the term ϕ depends linearly on the Co 2+ -ion concentration increasing linearly with the Co 2+ -ion in a defined concentration range. Fig. 5a shows the bleaching (dark) and photobleaching (under light) of an Orange II solution in the presence of Co 2+ -ion and a significantly lower oxone concentration compared that one used in Fig. 4a . Orange II bleaching in the dark occurs within 400 s and could be fitted by zero-order decay kinetics. Ten points could be registered for the bleaching process within 200 s in the experimental set-up used for this experiment (see Fig. 1 ).
The photobleaching under Xe-light is seen to be considerably faster than the bleaching and was observed to be complete in ∼120 s. The photobleaching trace presents a different shape than the trace found for the bleaching in the dark and can be fitted by Eq. (26) which corresponds to a branched radical chain reaction mechanism. In this case 1024 signals could be accumulated in 100 s and this is shown by the experimental photobleaching trace in Fig. 5a . The fitting of the experimental trace using Eq. (26) shows an error of less than 5% between the experimental results and the fitting procedure used. The faster photobleaching observed of Orange II suggests that light irradiation accelerates the decomposition of ROOH produced by oxone in the presence of O 2 (see Eq. (17)). This light activated decomposition of ROOH explains the faster photobleaching of Orange II with respect to the bleaching in the dark (Fig. 5a ). The plot in Fig. 5b shows that the concentration of oxone has no influence on the branched radical reaction mechanism, since the branching parameter remains almost constant up to [oxone] = 40 mM.
Effect of the variation of the solution parameters on the TOC decrease of Orange II solutions under visible light irradiation
Even though the bleaching of Orange II was accelerated under visible light irradiation, the TOC reduction is much slower than the bleaching/photobleaching. Fig. 6 shows that for a solution containing Orange II (0.2 mM) and oxone (20 mM), an increase in the Co 2+ -ion concentration between 0.02 and 0.5 mM leads to an initial rate for the TOC reduction reaching the maximum of 0.42 mg Cl −1 min −1 at a Co 2+ -ion concentration of 0.1 mM. These values for higher concentrations of Co 2+ -ions were seen to remain constant, in Fig. 6 . It is also seen in Fig. 6 that by using a concentration of 0.06 mM of Co 2+ -ion, the maximum rate of decrease in the TOC values was attained for a solution of Orange II (0.20 mM). Fig. 7 shows the TOC reduction for an Orange II solution in the presence of a concentration of Co 2+ -ions (0.06 mM) under visible light as a function of oxone concentration. The initial mineralization rate (Fig. 7) was found from the slopes of the TOC reduction over the unit time (min) as a function of the added concentrations of Co 2+ . The TOC removal rate is readily seen to be independent for oxone concentrations above 5.50 mM since the mineralization rate remained the same for higher oxone concentrations indicating that at this value oxone saturation was reached for an Orange II solu- tion (0.20 mM). The oxone necessary for the stoichiometric reaction between oxone and Orange II can be estimated to be 18.5 times the amount of dye as seen from the approximate mineralization stoichiometry of Orange II:
+ 111/2KHSO 4 + 37/2K 2 SO 4 (27) The stoichiometric amount of oxone (see Eq. (27)) is 1.66 g oxone for 2.70 millimoles of Orange II. Fig. 7 shows that an oxone concentration of 5.40 mM completely mineralizes a solution of Orange II (0.20 mM). This oxone amount is consistent with the approximate stoichiometry predicted by Eq. (27) , when oxone is used as an oxidant (see Eqs. (5)- (11)). In the dark, no meaningful reduction in the TOC was found (<10%) using the experimental conditions noted in Fig. 7 . Fig. 8 shows the TOC reduction of Orange II in the presence of a sufficient concentration of Co 2+ -ions to completely mineralize the dye (see Fig. 6 ), as a function of oxone concentration. Fig. 8 shows that complete mineralization of Orange II (0.20 mM) was attained using an oxone concentration of 6 mM. This latter result shows that a very low concentration of Co 2+ -ions (0.06 mM) is necessary compared to the oxone concentration needed to catalyze the complete mineralizaion of Orange II. Fig. 9 shows the mineralization kinetics of Orange II as the concentration of the dye is increased from 0.20 to 0.50 mM. It also shows that the initial rate of TOC removal remained the same as the concentration of Orange II in solution as increased, calculated from the first-order mineralization rate of Orange II. The inset in Fig. 9 shows the initial TOC removal rate of Orange II practically did not depend on the Orange II concentration in solution, since the variation observed in the TOC removal rate was within the experimental error expected in these kind of measurements. That the mineralization of Orange II proceeds for the various concentration of Orange II in ∼200-300 min suggests a mass controlled type of process taking place during Orange II mineralization. Fig. 10 shows the evolution of sulfate-ion in solutions during Orange II oxidation by oxone in the presence of Co 2+ in the dark and under Suntest light irradiation. The evolution of the sulfate during the dark oxidation of Orange II reaches ∼75% of the stoichiometric amount. But under light irradiation, 95% of the possible maximum amount of sulfate-ions was reached. Under light irradiation Orange II seems to photosensitize the oxone reaction with Co 2+ , producing additional sulfate oxidizing radicals as reported in Fig. 10 . The TOC reduction from the initially added Orange II was followed up to ∼300 min and the mineralization was observed to be complete. No mineralization was observed to take place in the dark under similar experimental conditions. The sulfate content of the solution between 0 and 300 min was detected in control experiments under light irradiation when oxone was the only reagent in solution. The sulfate content determined in the solution in the dark, was equivalent to the sulfate content of oxone KHSO 4 ·K 2 SO 4 of 3.9 g/l and this is the initial value for the sulfate-ions noted in the left hand side in Fig. 10 . But there was no stoichiometric correspondence between the SO 4 2− generated in the solution and the TOC reduction of Orange II in Fig. 10 . This suggests a complex chain of events during Orange II oxidation by the oxone/Co 2+ reagent as stated previously in Eqs. (5)- (9) and further discussed below in Eqs. (28)-(35). Fig. 11 presents the TOC reduction for Orange II solutions saturated with different gases. It is readily seen that mineralization is favored in oxygen saturated solutions and is complete after ∼90 min. Fig. 10 shows that it takes ∼90 min to evolve the maximum amount of sulfate-ions under light irradiation. Orange II is seen not to be completely mineralized in Ar purged solutions and at a much longer time in air purged solutions. It can be concluded that during the first 30 min the oxone acts as the dominant oxidant in solution and only in a second reaction step does the formation of peroxides contributes in an important way to the mineralization of Orange II. The contribution of peroxides to the Orange II degradation suggested in Section 3.2 is outlined below incorporating the evidence found in Sections 3.3-3.6:
Sulfate evolution in the dark and under light when oxone + Co 2+ catalyze Orange II mineralization
Influence of the gas atmosphere on the Orange II mineralization under visible light irradiation
Orange II + hν → Orange II * (28) 
degraded product + Co 3+ /HO/SO 4 
The dissolved oxygen seems to play an active role leading to peroxy-radicals, ROO • (R = H, alkyl, aryl) [24] [25] [26] and peroxy-radicals serve as chain propagators and oxidize organic materials either by hydrogen abstraction or electron transfer process [28] [29] [30] . Under light irradiation, the additional generation OH • -radicals improve the kinetics of the Orange II mineralization (20) as reported earlier for Fenton systems [7, 26] . A TOC reduction from 34 to 15 mg C/l (Fig. 11) was observed within 30 min and this corresponds to a stoichiometric increase of 2.63 g/l sulfate in Fig. 10 . But an increase of 0.35 g/l in the sulfate-ion concentration has only been observed. A considerable fraction of the HSO 5 − (see Eq. (27) ) is seen to be lost by reaction channels that are not directly related to the mineralization of Orange II.
Conclusions
Accelerated bleaching and mineralization of Orange II taken as a model system is reported using the novel Co 2+ /oxone reagent in the dark and under light. The photobleaching of Orange II under Xe-light was faster than the bleaching (dark). The light induced decomposition of the ROOH produced during the degradation of Orange II by the Co 2+ /oxone reagent seems to be responsible for the faster photobleaching of the dye compared to the bleaching observed in the dark. The photobleaching profile presented a different shape compared to the bleaching trace and can be fitted by a single mathematical expression which corresponds to a branched radical chain reaction mechanism. The dependence of the photobleaching and mineralization of Orange II on the oxone and the Co 2+ -ion concentration was investigated. The beneficial effect of O 2 during the mineralization of Orange II due to the formation of peroxide radicals was noticed when solutions containing Co 2+ /oxone were purged with O 2 as is the case in Fenton-like reactions. A mechanism for this observation is suggested, consistent with the experimental observations.
